It has long been recognized that the formulas which first sprang from Arrhenius' theory of electrolytic dissociation, and which very satisfactorily accounted for the behavior of weak electrolytes, were by no means adequate to account for the behavior of strong electrolytes. This was particularly the case with the Ostwald dilution law, where A and A°are the equivalent conductivities at the molality 2 m, and at zero molality, and KA. must be a constant if two assumptions are correct: (1) that the molality of each ion is independent of the concentration, and (2) that for each substance concerned the molality is proportional to the "active mass" or, as we should now say, to the activity.
To those who have not examined this question closely it may be surprising to learn how far K A is from being a constant. For potassium chloride, at three concentrations, m = 0.001, 0.01 and 0.1, K A is O. 046, a .148 and 0.528, respectively.
It will be seen that K A increases nearly 12-fold when the molality changes lOa-fold, and while these figures might be changed materially on account of possible errors in A 0, such uncertainties are in no way adequate to account for the enormous departure from the Ostwald dilution law. It must, therefore, be concluded for such strong electrolytes, either that A (because of some variation in the mobility of the ions) does not measure the ion concentration, or that the substances concerned are very far from obeying the ideallaws of the dilute solution.
These very peculiar characteristics of strong electrolytes in aqueous solution, together with the presumption that the constituents of an electrolytic solution, even at low concentrations, would depart radically from the ideal solution, led Lewis l to propose a general study, by purely thermodynamic methods, of the activities of such constituents. In 1912 he collected 2 the meager data which were then available for such thermodynamic treatment, and showed that in all cases the activity of the ions is very appreciably less than the ion concentration as calculated from AIA0.
He employed in these calculations measurements of electromotive force, of the solubility of salts in the presence of other salts, and of freezing points; showing how freezing-point data could be exactly employed in these thermodynamic calculations.
S:ince the publication of that paper an extensive literature on this subject has developed, and the data obtained not only confirm Lewis' conclusions, but furnish the abundant material for the calculation of ionic activities which we are to employ.
Notation and Conventions.
It is our custom to denote the activity of a solute by a2. If this solute is a substance like sodium chloride we may denote by a+ and a_, respectively, the activities of cation and anion, while a2 is called the activity of undissociated N aCl, or more simply, of NaCI. In the case of a binary electrolyte like this, the exact thermodynamic equation of chemical equilibrium takes the form,
a2 where at any given temperature K is an exact constant.
\Ve are using the term activity 3 in the newer sense of "relative activity." Thus, at infinite dilution, we make the activity of each ion of sodium chloride equal to its molality, which, assuming complete dissociation, is the molality of NaCI. Now in the complete absence of any reliable information as to the concentration of the undissociated salt, we shall find it extremely convenient to choose our standard state of that substance, so that the K in Equation 2 becomes unity.4 We thus define the activity of NaCl as the product of the activities of its two ions, a+a_ = a2.
(3)
At finite concentration the two ions may not have the same activity, and it is often expedient to consider the geometrical mean of the two ion activities, which we may denote by a ± and define by the equation a± = (a+aJ Y2 = a2'1.
Ci)
1 Lewis, Proc. Am. Acad., 43, 259 (1907); Z. physik. Chern .• 61, 129 (1907); 70, 212 (1909) .
2 Lewis, THIS JOURNAL, 34, 1631 JOURNAL, 34, (1912 . 3 See Lewis, ibid., 35, 1 (1913) ; Lewis and Randall, ibid., 43,233 (1921) .
< Likewise it is thermodynamically convenient, in the case of strong electrolytes, to take the activity of any assumed intermediate ion, such as BaCl +. as equal to the product of the activities of TIa ,"+ and Cl-. The mean activity of the ions a ±' divided by the molality of the electrolyte, gives a quantity which has been called the thermodynamic degree of dissociation, since it may be used to replace the degree of dissociation as used in the older approximate formulas. This quantity has also been called the activity coefficient,1 and, in order to avoid any implication as to the molecular species which may be present, this is the term we shall ordinarily employ henceforth. It will be denoted by 'Y. So far we have been considering the case of a binary electrolyte like KCI or CUS04. When we treat the more complicated types, such as K 2S04, K 4Fe(CN)6 and La2(S04)3 our equations become a little more com- 
(5)
If now we wish to define the activity coefficient 'Y, so that in dilute solutions it may be regarded as a thermodynamic degree of dissociation, and become equal to unity at infinite dilution, we must no longer write it equal to a ± / m. /(2% m) it becomes equal to unity at infinite dilution. In the case of lanthanum sulfate, La2(S04)3, which gives 2 positive and 3 negative ions, the corresponding factor is (2 2 3 3 )'/s. In general, we shall define the activity coefficient by the equation,
m(v+v+v_V_)l/v'
We might have made this derivation clearer if we had introduced the individual activity coefficients of the several ions. If in a solution of a chloride the stoichiometrical molality of the chloride present is designated by m-, and if the activity of the chloride is a~, the activity coefficient of chloride ion is defined as 'Y_ = ajm_. Furthermore, if we define the mean molality of the ions, as we have their mean activity, and write it as m ±' it is readily seen that m± = m(v+v+v_v_)I/v,
and in place of Equation Gwe may write for the mean activity coefficient (which we might for consistency have called ' Y ±) 'Y = a±/m± = ('Y+v+'Y_v_) I/v. (i:\) 1 The term activity coefficient has been used in two senses, sometimes to mean the ion activity divided by the assumed ion molality, and sometimes to express the ion activity divided by the gross molality of the electrolyte. This latter usage, to which we shall find it desirable to adhere in the thermodynamic work, is more expressly designated by Briinsted (THIS JOURNAL, 42, 761 (1920) ), as the stoichiometricul activity coefficient.
Having established these conventions we may turn to the practical problem of determining the activity coefficients of various electrolytes.
Activities from the Vapor Pressure of the Solute. Few electrolytes are sufficiently volatile to permit the determination of their activities from their own vapor pressures. However, when this is possible it furnishes a method of great simplicity.
Bates and Kirschman 1 have made a careful study at 25 0 of the partial pressures of hydrogen chloride, bromide and iodide over their aqueous solutions, and their results are given in Table I , in which the first column gives the molality, the second, fourth and sixth the partial pressures of the halides, and the third, fifth and seventh a quantity which is proportional to the activity coefficient. If a2 is the activity of one of the undissedated halides, and a± is the mean activity of its ions, we have defined the activity coefficient as a ± /111 = a/" /111. Hence if we consider a2 as proportional to the vapor pressure p, then pY'i /111 is a quantity proportional to the activity coefficient and may be written as k-y. The pressures are given in millimeters of mercury, and we shall so leave them, as we already have an undetermined constant. If these measurements could be carried to high dilutions, k could be determined as the limit approached by k-y at infinite dilution. This, however, is experimentally impossible in the present case, and therefore we must leave k as an undetermined constant until a later section.
Activities from Distribution Ratios. A very similar method of calculating the activities is available when we know the distribution of an electrolyte between water and some nonionizing solvent, in which the activity of the electrolyte is known as a function of the concentration (or assumed proportional to it). To illustrate such a case we may use the measurements of Rothmund and Drucker 2 on the distribution of picric acid between water and benzene. Their results, expressed in mols per liter, are given in Table II. The first column shows the concentration in water, and the second in benzene. Here again, taking a2 as proportional to CB, and identifying Cw with m, we may write k'Y = CBY:l;Cwo 'The values of this quantity, which are given in the third column, we have extrapolated to infinite dilution, obtaining 15.4. But at infinite dilution 'Y = 1, and therefore 1.5.4 is the value of k. Dividing now by this factor, we obtain the values of the activity coefficient given in the last column. Activities from the Vapor Pressure of the Solvent.
The method of calculating a2, the activity of the solute, from aI, the activity of the solvent, we have already fully discussed in a previous paper. I It is applicable without modification to electrolytic solutions. In dilute solutions the accuracy obtainable by this method is far inferior to that of the electromotive force or freezing-point measurements which we are about to discuss, but in concentrated solutions it will furnish a very satisfactory means of determining the ratio of the activities of the solute between two concentrations.
From Bronsted's2 measurements of the vapor pressure of water over sulfuric acid solutions at 20°and at 30°, we have interpolated the values given in Table III , where the first and second columns give the mol fractions and molalities of H 2 S0 4 , and the third gives PI, the vapor pressure of water from the solution, divided by pl o , the vapor pressure of pure water. 
.
N2
We plot the values in the fourth column against those of the fifth, and find the difference between the two values of log a2 by obtaining the area under the curve. We may thus obtain a quantity which is proportional to (J2, and if we then take the cube root and divide by m we have a series of quantities which are proportional to 'Y. Such values of k!'Y we give in the last column, and later we shall have occasion to check these values with those obtained by two other methods of determining the activity coefficient. where the e. m. f. is E when the molality is m, and EO at such concentration that a ± = 1. The very careful measurements of Linhart! permit the determination of EO by direct extrapolation, and his measurements, together with those of Ellis,2 of Noyes and Ellis,3 and of Lewis, Brighton and Sebastian,4 permit the exact calculation of 'Y over a wide range of concen.tration. By a careful plot of all these values we have obtained the fig,ures of Table IV . In addition to the activity coefficient we have given, in the third and sixth columns, the values of a2 (the activity of HCI as 1 Linhart, THIS JOURNAL, 39, 2601 (19li) ; 41,1175 (H119). 2 Ellis, ibid., 38, 737 (1916) . 3 Noyes and Ellis, ibid., 39, 2532 (1917) . • Lewis, Brighton and Sebastian, ibid., 39,2245 (1917) . such). It is instructive to see the enormous variation in this quantity. For example, a2 increases half a million times between molal and 16 molal. The quantity 'Y, even between 1M and 2M rises abGve 100%, a phenomenon which appears in the case of many electrolytes. Hence, while in dilute solutions it is useful to think of the activity coefficient as a thermodynamic measure of the degree of dissociation, such an idea loses all value in these concentrated solutions where it might indeed be misleading to speak of a "degree of dissociation" of over 4000%.
Vle may now compare these values with those obtained in Activity Coefficient from Freezing-Point Data.
l'he van't Hoff factor, i, which is the ratio between the molal lowering caused by the electrolyte and the theoretical molal lowering (assuming no dissociation), is a quantity which has been much used in the interpretation of dilute solutions of electrolytes. It has been customary to consider (i -1) for a binary electrolyte as the measure of the degree of dissociation, but the value so obtained is not the thermodynamic degree of dissociation, nor does it give any valuable information regarding the thermodynamic properties of the solute. At best the factor, i, gives the ratio of the lowering of the activity of the solvent to the lowering which would be produced by a normal undissociated substance. To proceed from the activity of the solvent to the activity of the solute involves a process of integration which requires a knowledge not only of the freezing point at the concentration in question, but of a series of freezing points extending to low concentrations.
The purely thermodynamic treatment of freezing-point data, which permits the exact calculation of activities has been almost entirely neglected, perhaps because of its mathematical complexity. Neve1"theless, it furnishes a method l which is so general and at the same time so precise that it has become more important than all other methods of calculating the activity coefficient.
In developing the thermodynamic treatment of freezing-point data, we shall proceed in three stages. First, we shall consider the very dilute solutions; then the more concentrated solutions, in which, however, we neglect the heat of dilution; and finally, the general and exact calculation for solutions of any concentration. If A is the molal lowering of any undissociated solute at infinite dilution, namely,l 1.858, we have for any solute iJ;1 dilute solution the thermodynamic formula
where fJ is the freezing-point lowering at the molality m. Now for an electrolyte which produces v ion molecules when completely dissociated, we may divide this equation through by v and find
For such an electrolyte the molal lowering at infinite dilution is vA. We may define a function j, which becomes equal to zero at infinite dilution. by the equation
By combining this with Equations 8 and 11 we find
The valuation of the last term, which might be done by graphic integration, is in the present case far more simply treated by the use of a very general principle found by Lewis and Linhart. z They discovered that electrolytes, of all the various types which have been accurately investigated, approach as a limiting law in dilute solutions (15) and that for all the salts considered this law was obeyed within the limits of experimental error below 0.01 M. At higher concentrations the values of j always become smaller than the ones calculated from the formula, and in some cases j passes through a maximum.
Having determined {3 and a for some one electrolyte we at once determine 'Y in any dilute solution of that electrolyte by combining Equations 14 and 15 and integrating, whence In fact within the limits of experimental error a is one-half, probably for all of the llniunivalent salts given in the table, and also for other uni-univalent salts which we are going to study by another method. The value of a previously given for these iodates, namely, 0.442, was the only one falling below 1/2. We have preferred to recalculate these values on the assumption that a = 0.50, which, together with the experimental value of j at 0.01 M, makes~= 0.417. Also it may be noted that, looking over the numerical calculations of Lewis and Linhart, we are led to one minor change, namely, to the two independent determinations, we obtain as an average at 0.01 :M, " = 0.40, and this value will be corroborated by another method which we shall describe later. Moreover, this value is in better agreement with the results on MgSO. alone, as obtained by Hall and Harkins (THIS JOURNAL, 38, 2658 (1916) ), than the one used by Lewis and Linhart. Assuming, therefore, this value of 'Y and taking the average j at 0.01 M as 0.25, we obtain the values given in the Table. liance upon the general results of this calculation, and also upon most of the individual results.
When we compare the results of Table V with the values of A/A 0, which have ordinarily been used as a measure of the degree of dissociation, we find a divergence between A/A 0 and the thermodynamic degree of dissociation which, especially in salts of the higher types, is truly astonishing. 1 For the sake of comparison we give in Table VI The assumption that, at 0.01 or 0.001 molal, A/A 0 can be taken as a satisfactory measure of the thermodynamic degree of dissociation or activity coefficient, is evidently very far from the truth, especially for salts of a higher type than the uni-uni.valent. In the case of copper sulfate, where this great divergence was first pointed out by Lewis and J..,acey,2 we find that even at so great a dilution as O. 001 M, A/A 0 is 0.80 while 'Y is 0.69.
On the other hand, when we compare 'Y with the "corrected degree of dissociation" which Lewis 3 obtained by combining conductivity and transference data we find, not perhaps an identity, but certainly a remarkable parallelism between those values and the activity coefficient. This corrected degree of dissociation is always a little lower for nitrates, bromates, and other salts of the oxygen acids than for chlorides or bromides. J...ikewise it is smaller for silver and thallium salts than for salts of the alkali metals. These are precisely the conclusions which we are going to reach concerning the activity coefficient from our inspection of Table V and following tables. Before turning our attention from the Lewis and Linhart equation, we may point out some interesting corollaries which will be found very useful in practical calculations. We note that within the limits of experimental error a for a uni-univalent electrolyte is 1h. This is shown not merely by Table V , but also by other data which will be mentioned later. 1 Another proof that any relation between 'Y and the values of A/A0, which are uncorrected for changing mobility, must be a very rough one, is furniEhed by a consideration of the change of these quantities with the temperature. In the very dilute solutions which we are now discussing, the heat of dilution is always negligible, and the values of 'Y must be independent of the temperature. But the values of A/A 0 diminish markedly with increasing temperature. For several salts at 0.08 N, studied by Noyes and Melcher (Carnegie Inst. Pub., 63, 1907) 
which furnishes an extremely simple method of calculating the activity coefficient in dilute solution from the freezing point. We may put this equation in a different form by expanding in series, whence
and for very dilute solutions the last term disappears, giving
It is interesting to compare this equation with van't Hoff, which we may write . The first of these involves the heat of dilution and this one we shall ignore for the moment. The other is due to factors such as the change of the heat of fusion with the temperature, and these together lead to a new term, so that in place of Equation 14 we write"
Changing for convenience to common logarithms, and integrating,
In evaluating the first of these definite integrals we may no longer em-1 It is a curious coincidence that for uni-univalent salts this false value of 'Y is not far from the value of AlA o. This coincidence has doubtless been in part responsible for the previous neglect of the correct thermodynamic method of using freezing-point data.
ploy the equation of Lewis and Linhart, but the integration may be readily made graphically by plotting i against log tn, and determining the area under the curve. 1 The second definite integral, which usually gives a small correction term, may be obtained by a very rough plot of {}1m against iJ.
We shall illustrate the use of Equation 22 by means of the freezing-point data on sodium chloride. Here we make use of the measurements up to (J. 1:36 ]\I! made by Harkins and Roberts,2 those of Rodebush,3 between molal and the eutectic of NaC1 2H20, and a few intermediate points of Jahn. 4 In Table VII we give the various terms which enter into Equation 22 and the values obtained therefrom for the activity coefficient. These provisional values of the activity coefficient which we have thus obtained when ignoring the heat of dilution are denoted by ,,/'. Anticipating the work of the following paragraphs, we give in the last column of this table the true values of the activity coefficient of sodium chloride at 2;) 0, obtained by the general method which we now have to consider. Provisional Values of the Activity Coefficient of Sodium Chloride.
In. 
where 1''' is 298.1 0 A, 1" is the absolute temperature of the freezing point at the given concentration, Ll is the partial molal heat content of the water when that of pure water is taken as zero, and C P1 and C~l are, respectively, the partial molal heat capacity of water in the solution of given concentration, and at infinite dilution.! Employing this general equation we obtain the values of 'Y at 2;') 0 (298.1 0 A) already given in the last column of Table VII . It is evident that if we neglect the effect of heat of dilution we make in this case an error of 3% at 1 M and an error of 20% at 5.2 M. as that which we have found in Table VII , we obtain the activity coefficients of Table VIIU In order to show the relation between these values and our previous ones we show in Fig. 1 continuous curve is from the data of Table VII and the circles represent the values of Allmand and Polack. The average deviation of these points from the curve is only a few tenths of a per cent., and when we consider that, in the concentrated solutions, the use of the Land cp values introduced a term which alone amounted to 20%, the agreement is most strik ing.
Comparison of these Activity Coefficients with Those from Electro

The Activity Coefficient of Sulfuric Acid by Three Independent Methods.
Another case in which we have material for a very satisfactory comparison of the activity coefficients obtained by various methods is afforded by aqueous solutions of sulfuric acid.
Freezing Points.-In the freezing-point method we may employ the data which we have already considered in obtaining Table V, together with those of Drucker,2 Roth and Knothe,3 and Pickering and Barnes. 4 We proceed just as in the case of sodium chloride, except that in Equation
23
, II = 3. The results are given in Table IX In this table the first column gives the molality and the second the value of l calculated from the best value of the freezing point. The fourth column gives "'(', which is the activity coefficient calculated from Equation 22, or, in other words, calculated without consideration of the partial heat contents and heat capacities. The last column gives the results of the complete calculation of the activity coefficient at 25°.
The partial molal heat capacities and heat contents have been calculated, respeclively, from the papers of Birol1s 1 'andof Bronsted. 2 In this case 6f sulfuric acid the correction caused by the il1troditction of the thermal terms is opposite in sign to the corresponding correction for sodium chloride, so that in this case "Y298 is less thal1 "'('. These thermal effects are so large that, at 5 M, "'(298 is only about half of "'('. Thus, in the concentrated solu.tion~l ' Y is .changing r~pidly witP,~e temperature, and at 5. M it nearly doubles in going from 25°, to a temperature in the neighborhood of the freezing point, which is -46°.
Electromotive Force.-The cell, H2 / H2S04 I Hg2SO" Hg has been thoroughly investigated at 25°. Randall and Cushman,3 who have made the most recent study of this cell, obtail1ed very reproducible results, which, moreover, they showed to be in the main concordant with the earlier results of Bronsted and of Edgar, in concentrated solutions, and with those of Lewis and Lacey in the dilute solutions. Their results (together with one of Bronsted's at 14 M) are given in Table X , where the first column gives the molality of the sulfuric acid, and the second gives three. m. f. of the cell (hydrogen at one atmosphere). The last column gives values of k 2 "'( obtained as follows. 
We may, for simplicity, collect the constants and write
(26) (27) Thus each electromotive-force measurement yields a quantity which is proportional to the activity coefficient and is here represented as k2'Y.
These are the values given in the last column of Table X . It is difficult in this case to determine k z (which is the same as determining EO) by a process of extrapolation, since it was shown by Lewis and Lacey! and by Horsch z that, in solutions as dilute as 0.005 M, the use of the mercurous sulfate electrode gives results which are not in agreement with other thermodynamic methods. This is undoubtedly due to the fact that at such concentrations the solubility of mercurous sulfate cannot be ignored. However, by assuming the value of I' at one concentration from Table IX The agreement between our tbree series is shown in Fig. 2 , where we have plotted the values of I' obtained by all three methods, against the cube root 3 of the molality. The agreement between the several series is not quite as complete as it was in our previous case of sodium chloride, but is, nevertheless, an even more powerful connrmation of the adequacy 1 Lewis and Lacey, THIS JOURNAL, 36, 804 (1914) . 2 Horsch, ibid.; 41,1787 (1919 . a Th;s is usually the most convenient {llQt w\len v '" .3.
3.0 0.5 1.0 1.5 2.0 2.5 mIlo, cube root of the molality. It frequently happens, as we have seen, that a series of data permits the calculation of k'Y, a quantity proportional to the activity coefficient, without affording means for any very accurate extrapolation which would give the value of k. If we have a series of values of k'Y for some uni-univalent salt, extending down to about 0.01 M, all of the values having about the same percentage accuracy, the extrapolation can be made with a fair degree of precision. For example, we may plot the values of k'Y against the square root of the molality. The curve through the several points approaches a straight line at low concentrations, and the intercept of this line upon the axis of k'Y is the value of k.
Unfortunately in most cases the values of k'Y are subject to greater uncertainty, the higher the dilution, and if we should give full weight to the experiments in the most dilute solutions the extrapolation would be entirely misleading. Accurate measurements of electromotive force always become increasingly difficult at high dilution, and in employing existing data it is often necessary to ignore completely results obtained with the most dilute solutions.
Perhaps the best method of treating cases of this kind consists in comparing the data obtained for the given electrolyte with the data for some other electrolyte of similar type, which has been carefully investigated. Here we need only to assume that for salts of a similar type the activity coefficients approach one another in some regular manner as the dilution is indefinitely increased. In order to illustrate the method we may employ the data obtained by Noyes and MacInnes,l and their associates, for potassium and lithium chlorides, and potassium hydroxide.
These investigators, using amalgam electrodes of the Lewis and Kraus type, exercised the greatest care, by the exclusion of oxygen and otherwise, to avoid the complications which attend the use of these high1;y reactive amalgams. They were thus able to obtain an unexpected degree of accuracy and reproducibility. Nevertheless it appears to be impossible to prevent side reactions which are comparatively harmless in concentrated solutions, but which, in the measurements with dilute solutions, produce far greater error than the authors supposed.
In re-examining the activity coefficients given by Noyes and MacInnes, we must therefore recognize two sources of uncertainty.2 Their activity coefficients may have to be multiplied by a constant factor, because of a change in the method of extrapolation to infinite dilution, and 1 Noyes and MacInnes, Tms JOURNAL, 42, 239 (1920) . 2 A third source of uncertainty enters in the piecing together of several overlapping series of measurements. This probgbly causes no difficulty in the case of LiCI and KCl. but may in the case of KOH. . it may be necessary to give less weight to the measurements III dilute solution.
Potassium Chloride. Cadmium Chloride.-A very beautiful illustration of the interpretation of the data for one salt, by comparison with those for another, is furnished by the case of cadmium chloride, whose abnormal behavior puts it in a class by itself. For this salt we have the measurements of Horsch 2 which, upon examination, prove to be more accurate than the 1 We might also have used the measurements of Harned (THIS JOURNAL, 38, 1986 (1916», and of Getman (ibid., 42,1556 IOn concentration cells with liquid junctions (with transference). This, however, requires a knowledge of the transference number, which can be most accurately determined by these very measurements. It may be noted that if we take the ordinarily accepted transference number of KCI the results given in Table XII It is evident that the assumption of equal values salts is far from correct, except at very high dilution. experimental results are of such accuracy that we find a range of concentration, namely, between 0.000366 and 0.000153 M in which EO' is nearly constant and we may take the true EO as O. ;)700. At lower concentrations the experimental uncertainty, and the effect of the solubility of silver chloride, become too great to make the data useful.
Having found the value of EO we may now obtain the activity coefncients for cadmium chloride by Equation 26. These values are given, for the more concentrated solutions, in the last column of the table. The great divergence between these values and the corresponding ones for barium chloride persists to concentrations as dilute as 0,0005 M. We have seen other cases of slight disagreement between the activity coefficients of salts of the same valence type, but this is evidently a different kind of phenomenon. The fact is that cadmium chloride cannot be regarded as a strong electrolyte. It possesses in less degree the characteristics of the analogous substance, mercuric chloride, which shows almost no ionization.
Activity Coefficient of Several Typical Electrolytes.
It will be convenient to have before us a table of the activity coefficients of a few electrolytes of the several types, which we present in Table XIV . The values for several of these electrolytes are merely a recapitulation of previous tables. The values for potassium nitrate and iodate, sodium iodate, barium chloride, potassium sulfate, lanthanum nitrate, magnesium, cadmium and cupric sulfates, were obtained by Equation 22, from the freezing-point data collected in the paper of Lewis and Linhart. They correspond to the values of "(' which we obtained for sodium chloride. Not having been corrected for the heat of dilution, they are strictly valid only in the neighborhood of the freezing point. However, at these moderate concentrations the corrections due to the Land c p terms are certainly small, and, except perhaps for one or two of the most concentrated solutions, it seems safe to use the given values as the activity coefficients at 25°.
A similar calculation for potassium chloride may be compared directly with the results of Table XII. The values found from the freezing-point data are given in Table XV . It is evident that in the dilute solutions the values are practically identical with those of the previous table, thus fully corroborating our method of employing the data of Noyes and MacInnes, which has been used also for lithium chloride and potassium hydroxide. In the more concentrated solutions a difference is to be expected owing to our neglect of the heat of dilution in Table XV . This difference amounts at (1 .
•5 M to a little over 3%. The corresponding difference between 'Y298 and 'Y' for sodium chloride was about 1%. In fact such data as we possess show that the heat of dilution is two or three times as great for potassium as for sodium chloride.
\Ve include also approximate values for silver nitrate, since it represents an important type of uni-univalent salt. The freezing-point measurements seem reliable down to about 0.01 M. The results at higher dilutions hardly warrant a determination of a and f3 by the method of Lewis The Activity Coefficient in Mixed Electrolytes, and the Solubility of One Salt in the Presence of Others. The behavior of electrolytes, when two or more are dissolved in the same solution, is of both theoretical and practical importance. The quantitative information which we possess chiefly consists in measurements of the solubility of one salt in the presence of others. Lately a series of (28) measurements of the electromotive force of cells, with mixed electrolytes, has furnished a still more direct method of studying the free energy and the activity in mixed salt solutions. The data obtained in these ways permit us to make some interesting and useful generalizations regarding activity coefficients in mixtures of salts at moderate concentrations. At the higher concentrations we must, in this case, as in others, have recourse to direct experiment in each particular case.
The activity coefficient of an electrolyte in a mixture may be defined in strict conformity with our previous usage. If m+ is the (stoichiometrical) molality of the positive ion, and m-that of the negative, then in general G+ /m+ = 1'+ is defined as the activity coefficient of the first ion, and a-/m-= "(-is the activity coefficient of the second ion. The Activity Coefficient in Mixtures Calculated from ElectromotiveForce Data.-In the study of the conductivity of strong electrolytes an empirical rule has proved extremely serviceable, namely, that in a mixture of electrolytes with a common ion, the value of A/A 0 for each electrolyte depends not upon the amount of that electrolyte but only upon the total equivalent concentration. When it was realized that A/A 0 does not measure the thermodynamic degree of dissociation, it became of interest to inquire whether any similar rule would apply to the activity coefficients.
The first experiments in this direction were made by Lewis and Sargent, I who measured the potential of a gold electrode in a solution of potassium chloride, containing potassium ferro-and ferricyanides, in amounts negligible compared with the amount of potassium chloride present. Their experiments, in which the concentration of the potassium chloride varied from 0,5 to O,S M, and in which the ratio of ferro-to ferricyanide was varied several fold, show that to 0.1 of a millivolt their results could JLewis and Sargent, THIS ]OVRNAL, 31,33:; (1909) ; see also later work of Schoch and Felsing, ibid., 38., 1928 (1916); and Linhart, ibid., 39, 615 (1917) , be interpreted by assuming the degree of dissociation to depend solely upon the concentration of potassium chloride. Moreover, they obtained identical values when potassium bromide was substituted for potassium chloride.
Identical conclusions were reached by Linhart,l who studied the mercury electrode in a solution of perchloric acid containing relatively small amounts of mercurous perchlorate. He found, under these conditions, that the thermodynamic degree of dissociation of the mercurous perchlorate was independent of the amount of that salt and varied only with the total concentration of electrolyte.
Similar results have been obtained with hydrochloric acid in the presence of other chlorides. The work of Loomis and Acree 2 , and the early work of Harned,3 on cells with mixed electrolytes, involved liquid junctions between different electrolytes. Therefore these cells are not so well adapted to simple thermodynamic treatment as those we are about to discuss. The second paper by Harned 4 contained measurements of a cell with hydrogen and calomel electrodes, and O. 1 M hydrochloric acid, with the addition of various amounts of potassium chloride to the electrolyte, and more recently cells of this type have been studied by several authors.
Loomis, Essex and Meacham 5 investigated such a cell in which the concentrations of hydrogen chloride and potassium chloride were varied in such a way that the total molality was kept at 0.1 M. Their purpose was to see whether the electromotive force of the cell could be calculated upon the assumption that the degree of dissociation, or the activity coefficient, of the hydrochloric acid is independent of the relative amounts of the two electrolytes, when the total concentration of the electrolyte is fixed. They found in fact what appeared to be a slight departure from this principle in the direction of a greater activity coefficient in the solutions containing larger percentages of hydrogen chloride.
The difference, however, was hardly outside the limits of experimental error, and later measurements of a similar cell by Ming Chow 6 do not show any variation in the activity coefficient with varying percentages of the two electrolytes. It seems probable that there is a slight variation in the direction suggested by Loomis, Essex and Meacham, but not more than 10 or :2(Y~~of the amount which might be deduced from their measurements.
In order to test the limits of validity of this principle, we may turn to The first column shows the total molality, MeCI and HCI, the latter always being 0.1 M; the second column reproduces from Table IV the activity coefficient of pure aqueous HCI and the remaining columns show the activity coefficient of HCI in the presence of the three chlorides.
It appears from these results that the behavior in concentrated solutions cannot be quantitatively predicted from any simple rule. The activity coefficient of the hydrochloric acid depends upon the specific nature of the added chloride. It seems to be smaller in the presence of a salt whose own activity coefficient in the pure state is small (d . Table  XIV) , but this can hardly be universally true, for we observe that ' Y is higher in the presence of lithium chloride than in the pure acid, although the activity coefficient of lithium chloride itself is lower than that of pure hydrochlori~acid.
When we confine our attention to the dilute solutions we see that in the presence of N aCl up to 0.5 M, and in the presence of the other chlorides to at least 0.2 M, the principle which we are discussing is valid. In other words, the activity coefficient is the same in any of these solutions, in which the total ion concentration is constant, and does not exceed 0.2 M.
Without doubt identical values of ' Y would have been obtained by Harned at the same total concentrations if he had used a smaller concen-I Harned, THIS JOURNAL, 42, 1808 (1920) . tration of hydrochloric acid throughout. In so far, therefore, as these various measurements go, they support the general rule, for which, moreover, we shall find abundant evidence from another source: in any dilute solution of a mixture of strong electrolytes, of the same valence type, the activity coefficient of each electrolyte iepends solely upon the total concentration.
It is unfortunate that the measurements which we have here discussed have not been extended to include cases where the added salt is of a different valence type like BaCb or MgS0 4 or La2(804)3. We shall show how this deficiency is made up by a different kind of experiment, which will permit a wider generalization. From that generalization it is possible to predict in advance the electromotive force of such cells. We shall now turn to the evidence which is furnished by the solubility of salts in the presence of one another.
The Activity Coefficient in Mixed Electrolytes from Solubility Measurements.I-When, at a given temperature, a solid salt is in equilibrium with a solution, the activity of that salt in the solution is fixed. It cannot be changed by any change in the nature of the solution, such as would be produced by the solution of other electrolytes. Thus for the salt whose solid phase is present, the value of a2 and also of a± is constant. Since by Equation 28 the activity coefficient is defined as 'Y = a±/m±, we see that whatever happens (isothermally) to the solution, the activity coefficient of the salt in question must remain inversely proportional to the mean molality of its ions.
This principle will be of the greatest service in determining the activity coefficient in mixtures, and in some cases we shall see that it furnishes a very accurate means of obtaining the activity coefficients of pure salts as well.
In order first to illustrate the method in the simplest case, let us consider the solubility of a uni-univa1ent salt in the presence of another uniunivalent salt with no common ions. We shall consider the solubility , The experimental development of this subject, especially in the field of dilute solution, is due in large measure to the work of A. A. Noyes and his collaborators. beginning with an early paper by Noyes (Z. physik. Chem., 6, 241 (1890) ), and culminating in an exhanstive experimental and critical study by Noyes, Bray, Harkins, and their assistants, appearing mainly in THIS JOURNAL, 33 (1911) . Very recently, Briinsted (ibid., 42, 761 (1920) ) has published a brilliant paper on the interpretation of solubility measurements, in which he mentions extensive investigations of the influence of one salt upon the solubility of another, the greater part of which has not yet been published. His theoretical treatment of this subject is of the utmost interest, and he hab shown for the first time how cases with and without a common ion may be treated by identical thermodynamic methods. We are unable here to follow his methods in deetul, since he bases his work upon an empirical rule, which is inconsistent with the facts that we have deduced. In the simple case where we have no common ion, m± is equal to the solubility, and the activity coefficient is proportional to l/m±. If then we plot the reciprocal of the solubility against the total molality of the solution, or, better, against the square root of the total molality, as we have done in Fig. 4 , we may find the proportionality factor by a simple extrapolation. The points for potassium nitrate are represented in the figure by circles which lie on a curve which is rapidly approaching :1 straight line. This tangent line, which we have obtained not alone from the measurements upon potassium nitrate, but from the measurements in the other salts, cuts the axis of zero concentration 2 at l/m± = 70.:3.
If, therefore, we divide any of our values of l/m± by this number, we obtain at once the activity coefficient of thallous chloride in the corresponding solution. This method of calculation and extrapolation gives at once absolute values of the activity coefficient. The results rival in accuracy those of the best instances which we have chosen for the corresponding calculation from electromotive force and freezing-point data.
Before giving the figures so obtained we may illustrate the treatment of the case where a common ion is present. Let us consider the solubility of thallous chloride in the presence of potassium chloride. We find, 33, 1663 (1911) . 2 This method of extrapolating solubility data to obtain ion activities is equivalent to the one used by Lewis in his paper, "The Activity of the Ions," THIS JOURNAL, 34, 1631 (1912) .
we obtain the points indicated by squares in the figure. These points approach more rapidly than those of the previous case to the same straight line, which cuts the axis of zero concentration at 70.3. Our example thus shows that in the mixture of total molality, 0.0559, the activity coefficient of TICI is 1/(0.0181 X 70.3) = 0.784.
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--l.. Proceeding similarly with the data for the solubility in hydrochloric acid and in thallous nitrate. we find other curves l which differ slightly from those for potassium chloride and nitrate at higher concentrations, but up to several hundredths molal the curves are all identical and lead to the same extrapolated values of l/m±, namely, 70.3. By reading l The curves are drawn on so large a scale as to greatly exaggerate their differences. The maximum difference at 0.05 M is only 1%. from the various curves at round total molalities the values of 11m"" and dividing by 70.3, we obtain the activity coefficient of thallous chloride, in the various mixtures, as given in Table XIX Table XIX with Tables V and XIV , we see that the activity coefficient of thallous chloride is distinctly below that of sodium or potassium chloride, which again corroborates a rule which we have mentioned before, and which was first observed in a study of the corrected degree of dissociation, obtained by a combination of conductivity and transference data.
Mixtures Containing Two or More Valence Types.-The remaining cases in Table XVIII involve mixtures of thallous chloride with unibivalent salts. Hence we are now forced to consider activity coefficients. in mixtures of different valence types. We might guess the activity coefficient of a given electrolyte to depend simply upon the total molal concentration of electrolytes, or to depend upon the total equivalent concentration (which would be assuming that one molecule of a bivalent ion has the effect of two molecules of a univalent ion). Neither of these two guesses is correct, although the latter comes nearer the truth than the former.
In attempting to solve this problem we have brought to light what appears to be a remarkably simple and precise generalization, which we shall find to be in exact agreement with all of the experimental results which are at present available. Before stating this new principle, we shall introduce a new term, the ionic strength.
In any solution of strong electrolytes let us multiply the stoichiometrical molality of each ion by the square of its valence (or charge). The sum of these quantities, divided by two (since we have included both positive and negative ions), we shall call the ionic strength, and designate by }.I. Thus in pure solutions of potassium chloride, magnesium sulfate and barium chloride, all at 0.01 M, we have, respectively, }.I = 0.01, }.I = 0.04, and }.I = [(4 X 0.01) + 0.02J/2 = 0.03. We may now state our general principle: In dilute solutions the activity coefficient of a given strong electrolyte is the same in all solutions of the same ionic strength. In a solution which is 0.01 M in K 2 S0 4 the solubility of TlCl is 0.01779. We take half the sum of 0.01779 for 1'1+, 0.01779 for Cl-, 0.02000 for K+, and 4 X 0.01000 for S04--' hence }.I = 0.04779. Obtaining by this procedure the other values for K2S04, TbS04 and BaC12, given in Table XVIII , we plot once more in Fig. 4, 11m: against the square root of the ionic strength, }.I. We see that all the series give curves which coincide, in dilute solutions, with one another and with the curves obtained with the uni-univalent salts. As a further check it would be desirable to have measurements of the solubility of thallous chloride in salts like magnesium sulfate and lanthanum sulfate.
The Solubility of Uni-bivalent Salts.-We may next test the new principle by a study of the influence of other salts upon the solubility of a uni-bivalent salt. Here we shall utilize the data of Harkins and Winninghoff 1 on the solubility of barium iodate in the presence of barium nitrate and of potassium nitrate (represented, respectively, in Fig. 5 by circles and squares). Their results, together with the calculated values of 11m: and of }.I, the ionic strength, are shown in Table XX. 1000 500 precision. For practically all of the range shown in the figure the two series fall on the same curve, which moreover proves to be a straight line. Throughout the range of concentration shown in Fig. 5 we may certainly assume that the value of 'Y is the same at a given ionic strength as it would be for pure barium iodate, and can therefore be found from the figure, if we divide the ord;nate at any concentration by the limiting ordinate. Owing to the accuracy of the results, and especially to the insolubility of barium iodate, which renders necessary only a small extrapolation, we may obtain the activity coefficients of barium iodate with much certainty. In Table XXI values of 'Y so obtained are given at round values of the molality, and compared with those of barium chloride (Tables  V and XIV) . In accordance with the observation that we have previously made, it is seen that in this case also the activity coefficient of a salt of an oxygen acid is less than that of the corresponding halide. Bi-bivalent Salts.-In the study of salts with two bivalent ions we have little to add to our previous theoretical treatment, but we have material for a still more severe test of our rule that the activity coefficient of any electrolyte varies only with the total ionic strength of the solution.
Let us use for study the data of Harkins and Paine! on the solubility of CaS04 in the presence of MgS04, CUS04 and KN03• The solubilities are given in the second column of Table XXII, the first column showing the molality of the other salt which is added. The third column gives the reciprocal of the mean molality, and it will be noted that m: in the case of added potassium nitrate is simply the solubility of CaS04, while in the case of the other two salts it is the geometrical mean of the total calcium and total sulfate. The fourth column gives the ionic strength. -r(MgSO.).
-r(MgSO. \Ve already have activity coefficients for a substance very similar to calcium sulfate, namely, magnesium sulfate. The best way, therefore, to determine the proportionality factor which converts the values of 11m", into values of "'I, would be to divide each value of 11m", by "' I for magnesium sulfate at the same ionic strength, and then to find the limiting value of this ratio at zero concentration (zero ionic strength). This is essentially the method which we have illustrated before in determining the activity coefficients of potassium chloride. We have, in Tables V and XIV, "'I for MgS0 4 at several molalities, and therefore at the several values of the ionic strength (which is four times the molality). By interpolating we have thus obtained (Col. 3) the values of "' I (magnesium sulfate), corresponding to the values of j.J. in our table, and the ratios which we have just mentioned are given in the last column.
The results are very striking. Evidently, within the limits of experimental error, the activity coefficient of calcium sulfate is identical with that of magnesium sulfate up to an ionic strength of over 0.1. Taking the limiting value of the ratio as 182, we find for calcium sulfate, in molal copper sulfate, (j.J. = 4), ' Y = 7.81/182 = 0.043.
It may be that these results do not show superficially what an extraordinary confirmation of our rule is furnished by these figures. Supposing that we had measurements of the solubility of calcium sulfate in the presence of magnesium or copper sulfate, and were obliged to estimate from these values its solubility in the presence of 0.05 M potassium nitrate. Reversing our previous procedure (and using the method of approximations) we should calculate a value within 1% of that actually found, or within the limits of expeIImental error. On the other hand, if we made a similar calculation, assuming that it is not the ionic strength, but the equivalent concentration, which determines the activity coefficient, we should make an error of over 20%. Or if we should assume neither of these, but rather the molal concentration to be the governing factor, our error would prove to be over 50%.
Uni-trivalent Salts.-It is evident that our rule for activity coefficients in mixtures will be given a very severe test in systems involving trivalent ions, for here, according to our rule, a certain concentration of trivalent ion is nine times as effective as a univalent ion at the same molal concentration. It is regrettable that no one has studied the influence of salts containing polyvalent ions upon the activity coefficients of uni-univalent electrolytes, although this could readily be done, either by adding a lanthanum salt to the hydrochloric acid in the cell with hydrogen and calomel electrodes, or by measuring the solubility of thallous chloride in the presence of such a salt. On the other hand, Harkins and Pearce l have measured the solubility of lanthanum iodate in the presence of lanthanum nitrate, lanthanum ammonium nitrate, and sodium nitrate. Unfortunately an error seems to have slipped into the first two of these series, the source of which we are unable to discover, but the series with sodium nitrate furnishes an excellent opportunity of testing our rule of mixtures. ' The Activity Coefficients of Individual Ions. In developing our equations we have made use of the activity coefficient of the separate ions, and we have shown that, for a salt like potassium chloride, the activity coefficient is the geometrical mean of the activity coefficients, 'Y+ of potassium ion, and 'Y-of chloride ion. It remains for us to consider whether these separate values can be experimentally determined. This is a problem of much difficulty, and indeed we are far from any complete solution at the present time.
At infinite dilution the activity coefficient is the same for all ions, and equal to unity. As the concentration increases, we might expect that the activity coefficients of two ions of similar type would remain approximately the same, up to moderately concentrated solutions. We have seen in the preceding section that in dilute solutions the mean activity coefficient of an electrolyte is independent of the particular ions present in the solution, and this would hardly be true if it were not true also of the activity coefficients of the individual ions.
MacInnes 2 has assumed that in two univalent salts with a common ion, and at the same concentration, the common ion has the same activity coefficient in both. This assumption, which should be confined to dilute solutions, will be seen to be a corollary of a much wider generalization, which the consideration of the preceding sections now permits us to make, a generalization which will give us a very novel idea of the activities of the separate ions in salts of a mixed valence type.
Hypothesis of the Independent Activity Coefficients of the 10ns.-In studying the mean activity coefficients of the ions of numerous electrolytes it has been seen how advantageous it is to employ the quantity which we have called the ionic strength, and the conclusion was reached that, except in rather concentrated solutions, the activity coefficient of a certain electrolyte is independent of the particular character of any other strong electrolytes which may be present, but depends solely upon the total ionic strength. N ow, unless some peculiar compensation operates, this could hardly be true in general if it were not true of the individual activity coefficients of the several ions, and we are thus led to the following simple hypothesis: Tn dilute solution l the activity coefficient oj any ion depends solely upon the total ionic strength oj the solution.
Accepting this hypothesis, it is possible to calculate the activity coefficient of a salt when the activity coefficients of other salts are known. For example, let us consider KCI, KIOa, BaCh and Ba(IOs)2' each at an ionic strength of 0.01; in other words, we will consider the first pair at 0.01 M and the second pair at 0.0033 M. From Table V ntmg I'KCl = I'K+l'ct-; I'BaCI, = I'Ba ++I'ct-, an so on, an taking the activity coefficient for each ion as the same in whichever salt it appears, we obtain by simple algebra .Unfortunately, the number of such chccks which are at present available is small, and our principle must therefore be regarded rather as a prediction than as a summing up of accurate data now existing. We feel confident, however, that this hypothesis will be verified by further exact experimentation, and that even now we are safe to employ it, sometimes in preference to experimental data, if these are of a low grade of accuracy.
Numerical Values of Ion-Activity Coefficients.-It is evident that if
we ascertain, or if we arbitrarily assume, the individual activity coefficient of some one ion, at a given value of the ionic strength, we can then proceed to determine the values for other ions. Thus, at a given value of f.L, if we had given the activity coefficient of sodium ion, we could combine this with the known activity coefficient of sodium chloride to obtain the value of chloride ion. Using then the known value for barium chloride, we could obtain that of barium ion, and so on. MacInnes has suggested that at each concentration the two ions of potassium chloride, "which have nearly the same weight and mobility," be considered to have equa I 'When we use the rather \'ague phrase "dilute solution" in a case like this we mean that the principle as stated approaches complete validity as the dilution is indefinitely increased. It becomes then a matter of experiment to determine to what concentrations such a principle may be rell;arded as valid within certain limits of permissible error, say 1%. With such interpretation it is our belief that this hypothesis is correct over the same range as our previous rule of mixtures, namely, up to an ionic strength of a few hundredths to a few tenths according to the nature of the ions. The degree of departure in concentrated solutions doubtless depends upon numerous factors such as the amount of hydration of the ion. activity coefficients. This convention which, at least in the concentrated solutions, must be regarded as purely arbitrary, we may adopt as well as any other for the sake of obtaining a table of individual activity coefficients for the ions.
Thus when p. = 0.01 we take, both for K + and Cl-, l' = 0,922 from Table V By the method that we have just sketched, and by means of the previous tables, the values of This table is prepared from fragmentary data and will need revision when more data are available. 'Ve may predict, however, that when it is so revised it will permit the accurate calculation of the activity coefficient of any strong electrolyte, except at one or two of the higher concentrations.
The Possible Determination of Ion-Activity Coefficients without any Arbitrary Assumption.-Although the development as far as we have carried it suffices for all ordinary thermodynamic calculations, it would be of much theoretical interest if we could determine the actual activity of an ion in a solution of any concentration. This indeed might be accomplished if we had any general method of calculating the potential at a liquid junction. Such an attempt to estimate individual ion activities even in very concentrated solutions has been made by Hamed,1 but he was obliged to make certain assumptions regarding the elimination of liquid potentials which may be very far from valid.
Supposing that we consider the cell, H2 Idil. HCII conc. HCII H2, the electrotnotive force may be expressed by the equation
where the activity of hydrogen ion in the dilute solution is a+ and in the concentrated a'+, while E L is the potential at the liquid junction. Now, if a+ were very small, so that it could be taken as equal to the molality, we could determine directly a'+ if we knew E L . This, unfortunately, we do not know. The Nemst equation for the liquid potential between the two concentrations of an electrolyte might be improved by replacing concentration by activity, but even so the equation could at best be valid only in very dilute solutions. Efforts to eliminate such a liquid potential by interposing, between the two solutions, some concentrated salt solution, like potassium chloride, have doubtless served in many cases to reduce such a potential to a few millivolts. But by the method so far proposed the elimination almost certainly has never been complete, and the uncertainties increase with the concentration of the solutions, between which the liquid potential is to be estimated.
In the case of a liquid junction between two different solutions of the same concentration, conditions are quite similar. 2 The equation of Planck,S as modified by Lewis and Sargent, 4 appears to give results in solutions of moderate concentration which are approximately correct. Insofar as these results go they are entirely consistent with our rule for the activity coefcient of the ions. Thus let us consider the cell Hg I HgClj HCl(O.1 M)I KCI(O.1 M) [HgCl I Hg. Assuming that the activity of chloride ion is the same in both solutions, the total e. m. f. of the cell must be equal 1 Harned, THIS JOURNAI., 42, 1808 (1920) . ! On the other hand, the potential between two concentrations of the same electrolyte is absolutely constant and reproducible, while that between two different electrolytes depends upon the method of making the junction. and upon the time. See Lewis, Brighton and Sebastian, THIS JOURNAI., 39, 2245 (1917) . I Planck, Ann. physik., 40, 561 (1890) . 4 Lewis and Sargent. THIS JOURNAL, 31,363 (1909) .
to the potential between the liquids. The measured value at 18 0 is 0.0286 V,., while that calculated by the formula of Lewis and Sargent is also 0.0286. (The unmodified Planck equation gives 0.0271.) In more concentrated solutions, however, it is certain that such equations would completely lose their validity. At the present time we must conclude that the determination of the absolute activity of the ions is an interesting problem, but one which is yet unsolved.
The Concentration of the Ions and the "True" Degree of Dissociation.
It will certainly be evident from the preceding that for all thermodynamic calculations it is the activity of the ions and not their more or less hypothetical concentration which is of value. Nevertheless, if the concentration of the ions, and the concentration of undissociated electrolyte, are terms which have any exact significance, the determination of these concentrations would be of much theoretical interest. Since our thermodynamic methods do not give us these "true" concentrations we may consider for a moment other methods which may have a bearing.
There is a group of properties which .give some evidence, though of a somewhat conflicting character, upon this problem. The various partial molal quantities which pertain to an electrolytic solute prove to be completely additive at infinite dilution; that is to say, they can be represented as the sum of the two numbers, one characteristic of the cation, and the other of the anion. How far this additive relation persists into the realm of finite concentration, is an experimental problem which is far from solved. Perhaps the best evidence that we have is that which concerns the partial molal heat content.
The old law of the thermo-neutrality of salt solutions, which was a powerful support of Arrhenius' theory of electrolytic dissociation, might perhaps with equal force have been used against his assumption of partial dissociation. If on mixing very dilute solutions of two salts, let us say potassium chloride and sodium nitrate, we find no heat evolved or absorbed, this is in accord with the additivity of heat contents and is what would be expected from the theory of complete dissociation. But if we obtain the same result at higher concentrations we might, by this method of reasoning, be led to assume complete dissociation where other criteria may lead us to assume a dissociation of only 50% or less. The fact is that from the great mass of data obtained by Thomsen we may state that, within the limits of error of his measurements, the partial molal heat contents of all the strong electrolytes, up to a concentration of 0 .5 M or greater, seem to obey the additivity principle.! the mechanism of electrical conduction are quite erroneous, there would seem to be no objection to regarding the conductivity due to each ion as the product of the mobility and the concentration of that ion. If then we should adopt the assumption of Kohlrausch that the ion mobility is independent of the concentration of the electrolyte, it would be necessary to regard the conductivity as a direct measure of the ion concentration.
]ahn 1 was the first to express serious doubt as to the validity of the Kohlrausch assumption of constant ion mobility. His conclusions were somewhat discredited, because they were largely based upon the tacit assumption that the quantities obtained by thermodynamic methods, and which we now call the activities, must be equal to the ion concentrations. Nevertheless, we are now certain that his contentions were in the main correct.
After a careful scrutiny of existing data on conductivity and transference numbers, Lewis 2 was able to show that certainly in many cases, and presumably in all cases, the ion mobilities change with the concentration of electrolyte, and indeed by an amount which is some function of the mobility of these ions at infinite dilution. He showed further that by making an assumption, which is far more plausible than the one of Kohlrausch, it is possible to determine, not an absolute degree of dissociation, but the ratio between the degrees of dissociation of any two salts. We have had occasion to remark the striking parallelism between these "corrected" degrees of dissociation, and the activity coefficients obtained by thermodynamic means.
Since, however, these corrected degrees of dissociation are not absolute but only relative, they permit us to assume either that many salts are wholly dissociated, or are dissociated to an extent even less than that given by the value of AlA 0, according as we assume that. the mobility of the ions diminishes, or increases, with increasing concentration.
What do we Mean by Degree of Dissociation?-Before discussing further the significance of the conductivity values, it may be of interest to view for a moment the logical implications of such a term as "degree of dissociation."
Let us consider the equilibrium in the vapor phase, between diatomic and monatomic iodine, and at such a temperature that on the average each molecule of 1 2 , after it has been formed by combination of two atoms, remains in the diatomic condition one minute before it redissociatt~s. During this minute such a molecule will traverse several miles action which is near equilibrium conditions, at least. it i~thermodynamically necessary that the speed depend upon the activity, and not upon the concentration of the reacting substances.
II Jahn, Z. physik. Chem., 33, 545 (1900) .
:1 Lewis, THIS JOURNAl" 34, 1631 (1912 . in a zigzag path, and after its dissociation each of its constituents will traverse a similar path before it once more combines with another atom. If we imagine an instantaneous photograph of such a gaseous mixture, with such enormous magnifying power as to show us the molecules as they actually exist at any instant, then by counting the single and double molecules we should doubtless find the same degree of dissociation which is actually determined by physico-chemical methods.
On the other hand, if we should choose a condition in which the dissociation and reassociation occurs 10 13 or 1014 times as frequently, the atoms of the dissociated molecules would hardly emerge from one another's sphere of influence before they would once more combine with each other, or with new atoms. In such a case the time required, in the process of dissociation, would be comparable with the total time during which the atoms would remain free, and even our imaginary instantaneous photograph would not suffice to tell us the degree of dissociation. For, first, it would be necessary to know how far apart the constituent atoms of a molecule must be, to warrant oUt" calling the molecule dissociated. But such a decision would be arbitrary, and according to our choice of this limiting distance, we should find one or another degree of dissociation.
Until a problem has been logically defined it cannot be experimentally solved, and it seems evident in such a case as we are now considering that, just as we should obtain different degrees of dissociation by different choices of the limiting distance, so we should expect to find different degrees of dissociation when we come to interpret different experimental methods.
Now it is generally agreed that ionic reactions are among the most rapid of chemical processes, and it is in just such reactions that we should expect to find difficulty in determining, either logically or experimentally a really significant value of the degree of dissociation.
Conclusions.-On the whole, we must conclude that the degree of dissociation and the concentration of the ions are quantities which we cannot determine by existing methods, and which perhaps cannot be defined without some degree of arbitrariness. The question is one which should be left open, especially as its answer is of no immediate concern to those who employ purely thermodynamic methods. 1 1 Since the above was written a paper has appeared by Harkins (Proc. Nat. A&ad. Sci., 6, 601 (1920) ), in which the author brings forward several arguments against the assumption of the complete ionization of strong electrolytes. While we may subscribe to Harkins' statements in the main, we cannot agree that his experimental work on solubility demonstrates the presence of intermediate ions in strong uni-bivalent electrolytes. Our treatment of his results in the preceding section has shown to what an extraordinary degree the various types of strong electrolytes obey identical laws. These calculations do not. of course, prove the theory of complete ionization, but they surely cannot be used as an ar~ent against that theory.
Whatever conclusions may ultimately be reached regarding the degree of dissociation of strong electrolytes, there can be no doubt whatever that the phenomenon of dissociation is a very different thing in strong and in weak electrolytes. In accordance with the theory of valence and molecular structure advanced by Lewis 1 we may explain such a difference as follows.
If we have a uni-univalent electrolyte whose cation is M+ and whose anion is X-, the molecule may be represented by the formula M:X:, where the pairs of dots represent the valence electrons, or the electrons of the outer shells. 2 The pair lying between the atomic kernels M and X constitutes the chemical bond. In the weak electrolytes, like acetic acid or mercuric chloride, this approximates to the typical bond of organic chemistry, but as we pass to stronger electrolytes the kernel of the cation draws away from this bonding pair until, in the limit, this electron pair may be regarded as the property of the anion alone. Then the positive ion, which is the kernel M, is held to the symmetrical anion :X:, only by the fact that they are oppositely charged. When an electrolyte in a strongly polar or electrophilic medium approximates to this condition it may be classified as a strong electrolyte. Whether we should call such an electrolyte completely dissociated is, as we have seen, a matter of choice. In all probability the additivity, in dilute solutions, of certain physical properties, such as the heat content, accompanies the practical disappearance of the chemical bond. ·If then we agree that a strong electrolyte is one which is completely polar,S and that the ions are held to one another by a simple electrostatic force which obeys Coalomb's law, it becomes merely a matter of terminology to decide whether we shall say that a certain fraction of such an electrolyte is dissociated, or, with Ghosh, that a certain fraction of the ions are free, or outside the "sphere of mutual attraction." Summary. After discussing various methods of determining the exact values of the activity coefficient (thermodynamic degree of dissociation), we have shown that the activity coefficients of sodium chloride (0-6 M), calculated from freezing points, agree with those calculated from electromotive force within a few tenths of a per cent., notwithstanding the fact that one term alone in the freezing-point equation, which involves the heat of 1 Lewis, THIS JOURNAL" 38, 762 (1916) . 2 We have for simplicity represented the ions as unso1vated. The same remarks apply equally, however, to the more complicated case. I We use the word polar in the sense proposed by Bray and Branch (THIS JOURNAL 35, 1440 (11113) ) and by Lewis (ibid., 35, 1448 Lewis (ibid., 35, (1913 ).
